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Abstract 
 
Atmospheric evolution of the Earth is considered to be correlated with the 
physicochemical and biological evolutions of the surface environment, and thus is 
important for understanding the Earth’s system. Special interests have been given for 
the evolutions of atmospheric O2, CO2 and CH4. From accumulating isotopic and 
mineralogical data in sediments, it is accepted by most researchers that there were two 
major events of great increases in oxygen in the Precambrian: the Great Oxidation 
Event (GOE) at ~2.5‒2.0 Ga and the Neoproterozoic Oxygenation Event (NOE) at 
~0.8‒0.6 Ga. At almost the same timings as the GOE and NOE, there were global 
glaciation events where greenhouse gases, CO2 and CH4, are considered to have 
fluctuated. Although the timings of these major events and qualitative information on 
surface environments in the events are becoming clearer than ever, quantitative 
constraints on atmospheric compositions throughout the Precambrian are still scarce. 
The present thesis gives constraints on atmospheric compositions, mainly CO2 and O2, 
in the Precambrian from water-rock-atmosphere interactions. 
 
 
 
To estimate the partial pressure of atmospheric O2 (Po2) in the Precambrian, Fe 
redistributions recorded in paleosols are useful. To interpret Fe records in paleosols, the 
relationship between Po2 and Fe(II) oxidation rate is essential according to the previous 
studies. Because there is no experimental data on Fe(II) oxidation rate under low O2 
conditions (Po2 < 10
−3
 atm), I first experimentally obtained the Fe(II) oxidation rate law 
under low O2 conditions down to 10
−5
 atm of Po2. All oxidation experiments were 
carried out in a glove box by introducing Ar gas at ~10
−5−~10−4 atm of Po2, pH 
7.57−8.09 and 22 °C. Luminol chemiluminescence was adopted to measure low Fe(II) 
concentrations (down to ~2 nM). Combining previous data under higher Po2 conditions 
(10
−3−0.2 atm) with the newly obtained data, the rate law for Fe(II) oxidation over a 
wide range of Po2 (10
−5−0.2 atm) was found to be written as:  
2
2 ][OH][Fe(II)][O
d
d[Fe(II)]  xk
t
 
where the exponent of [O2], x, and the rate constant, k, change from x = 0.98 (0.04) 
and log k = 15.46 (0.06) at ~6×10−3−0.2 atm of Po2 to x = 0.58 (0.02) and log k = 
13.41 (0.03) at 10−5−~6×10−3 atm of Po2. The most plausible mechanism that explains 
the change in x under low O2 conditions is that, instead of O2, oxygen-derived oxidants, 
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H2O2 and to some extent, O
•−
2 , dominate the oxidation reactions at < ~10
−3
 atm of Po2.  
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I. General introduction 
 
1. Background 
 
1.1. Atmospheric evolution in the Precambrian 
 
In the Precambrian, there were important innovations of life (Knoll, 2003; 
Farquhar et al., 2011), which must have been associated with the evolution of surface 
environments including atmospheric composition (Walker, 1977), sedimentary rocks 
(Garrels and Mackenzie, 1971), ocean chemistry (Anbar, 2008) and mineral species 
(Hazen et al., 2008). Atmospheric compositions, especially oxygen (O2), carbon dioxide 
(CO2) and methane (CH4), in the Precambrian have given intensive attentions, because 
they can constrain whether the life was possible or not (e.g., Segura et al., 2003) and/or 
what forms of life can have been possible (e.g., McKay and Hartman, 1991; Lowe and 
Tice, 2007). 
Atmospheric O2 was negligible in the early Earth due to the absence of 
O2-producing organisms. Before the advent of the photosynthetic organisms which 
produce O2 as by-products, the partial pressure of atmospheric O2 (Po2) is estimated to 
have been as low as ~10
−13
 atm (Kasting et al., 1979). The O2-producing photosynthetic 
organisms are considered to have evolved as far back as ~2.8 Ga (e.g., Farquhar et al., 
2011). The first oxygenation of surface environments at the Earth, on the other hand, 
occurred at ~2.5‒2.0 Ga, called the Great Oxidation Event (GOE) (Holland, 2002). 
Many lines of evidence from geological records have established the timing of the GOE. 
Especially, the mass independent fractionation of sulfur (MIF-S where ∆33S  33S − 
0.51534S  0) has strongly constrained the GOE: ≤ ~10−6 atm of Po2 at ≥ 2.45 Ga, ≥ 
~10
−6
 atm at 2.32 Ga, and to ≥ ~10−3 atm at 2.0 Ga (Farquhar et al., 2000; Pavlov and 
Kasting, 2002; Farquhar and Wing, 2003; Bekker et al., 2004). After the boring billion 
where Po2 is considered to have been rather constant (1.85‒0.85 Ga) (Holland, 2006), 
another oxygen increase occurred in the Neoproterozoic (~0.8‒0.6 Ga), called the 
Neoproterozoic Oxygenation Event (NOE) (Och and Shields-Zhou, 2012). The NOE is 
also considered to have been related with evolution of organisms (e.g., Och and 
Shieldz-Zhou, 2012). Similarity between the GOE and NOE has been pointed out from 
geological records such as C isotopic data (e.g., Och and Shieldz-Zhou, 2012). 
Interestingly, the timings of the GOE and NOE were around those of the global 
glaciations in the Paleoproterozoic (e.g., Bekker et al., 2005) and Neoproterozoic (e.g., 
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Hoffman et al., 1998), respectively. Despite intensive studies on both the GOE and NOE, 
how oxygen increased and why at these particular times in the Earth’s history remain 
unresolved. The issues of how and why are of crucial importance to understand the 
evolution of surface redox environment at the Earth (Holland, 2002, 2009; Catling and 
Claire, 2005; Kasting, 2013).  
CO2 in the atmosphere works as a greenhouse gas, whose concentration 
influences the surface temperature of the Earth. The luminosity of the Sun was fainter in 
the older ages (Gough, 1981) and therefore, the concentrations of greenhouse gases are 
more serious issues in the older ages (Walker, 1982), because the existence of liquid 
water (and thus the moderate surface temperature where > 0 °C) can go back to as far as 
4.4 Ga (e.g., Valley et al., 2002; Nutman, 2006). High values of partial pressure of 
atmospheric CO2 (Pco2) have been proposed to compensate the weak luminosities in the 
Precambrian (Hart, 1978; Owen et al., 1979; Kasting, 1987). Constraints on Pco2 from 
geological records, on the other hand, have been inconsistent with one another (e.g., 
Rye et al., 1995; Ohmoto et al., 2004), and thus whether CO2 was high enough, or not, 
to compensate the weak luminosities only by itself in the Precambrian has not yet been 
settled (Feulner, 2012). Assuming Pco2 in the Precambrian was relatively low, other 
warming agents for the Earth have been suggested, e.g., NH3 (Sagan and Mullen, 1972), 
CH4 (Pavlov et al., 2000) and N2 and H2 (Goldblatt et al., 2009; Wordsworth and 
Pierrehumbert, 2013). Despite the uncertainty in Pco2 in the Precambrian, Pco2 is 
important to consider the possible causes of the global glaciations in the 
Paleoproterozoic and Neoproterozoic and the mechanisms to escape from these 
glaciated states (e.g., Kirschvink, 1992; Caldeira and Kasting, 1992; Pierrehumbert et 
al., 2011). 
CH4 is biologically produced and thus the partial pressure of atmospheric CH4 
(PCH4) in the Precambrian must have been affected by the organisms (Kharecha et al., 
2005). Because of the redox reaction with O2, the evolution of PCH4 is considered to 
have been related to that of Po2: in the early Earth, PCH4 can have been high due to 
negligibly low Po2 (Kharecha et al., 2005); in the vicinity of the GOE, PCH4 is suggested 
to have been reduced to significantly lower levels (Papineau et al., 2005, 2007; Claire et 
al., 2006; Zahnle et al., 2006). In addition, because CH4 is a greenhouse gas, PCH4 also 
affects the surface temperature of the Earth, together with Pco2. In contrast to CO2, too 
much of CH4 (CH4/CO2 > ~0.1) creates organic haze in the atmosphere, which cools the 
Earth, complicating the greenhouse effect of CH4 (Trainer et al., 2006; Haqq-Misra et 
al., 2008). Accordingly, PCH4 is another important factor to consider the surface 
environments in the Precambrian. Unfortunately, PCH4 is hardly recorded in any 
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geological records, and therefore there have been no constraints on PCH4 from 
geological records in the Precambrian. 
The correlation of the transitions of the three gases (O2, CO2 and CH4) through 
ages are emphasized especially in the GOE, because in the GOE, Po2 increased and 
PCH4 decreased and in the vicinity of the GOE, there were possibly global scale multiple 
glaciations (e.g., Evans et al., 1997) where greenhouse gases, including CO2 and CH4, 
must have fluctuated. Although the correlations between Po2, Pco2 and PCH4 have been 
suggested by many researchers as described above (e.g., Bekker and Kaufman, 2007; 
Papineau et al., 2007), there have been almost no quantitative, synchronous constraints 
on Po2, Pco2 and PCH4 from geological records during the GOE.  
Paleosols, fossil weathering profiles, in the Precambrian can be of use to give 
quantitative constraints on Po2 and Pco2, because paleosols are the vestiges of in-situ 
reactions of rocks with atmosphere via water at the time of the reactions (Murakami et 
al., 2011). It may be also possible to deduce the constraints on PCH4 from the 
constrained Po2 and Pco2 from paleosols. The knowledge of water-rock-atmosphere 
interactions, i.e., weathering processes of rocks, is essential for the quantification of Po2 
and Pco2 from paleosols. 
 
1.2. Water-rock-atmosphere interactions: Weathering of rocks 
 
Weathering of rocks occurs at the interface between rock, water and atmosphere, 
which has been called the Critical Zone (Brantley et al., 2007). Weathering involves 
several physicochemical phenomena such as mineral dissolution/precipitation, transport 
of dissolved elements by water flow and diffusion, and physical erosion of weathering 
profiles (e.g., White and Brantley, 1995). Chemical dissolution/precipitation of minerals 
are important factors in weathering processes because they are the chemical reactions of 
minerals that affect the atmospheric composition, namely, atmospheric O2 and CO2. O2 
is consumed by oxidative dissolution of sulfide minerals and by oxidation of reduced 
elements like Fe(II) dissolved from primary minerals (Holland, 1978). During oxidation 
of reduced minerals/elements in weathering processes, O2 is reduced to H2O. CO2 is 
consumed during dissolution of minerals where proton, supplied from carbonic acid, is 
consumed to release cations, leaving bicarbonate/carbonate ions in porewater of 
weathering profiles (Holland, 1978). The consumption of O2 by weathering of rocks can 
affect O2 budgets in the global scale (Garrels and Perry, 1974; Holland, 1978), while 
weathering of rocks regulates atmospheric CO2 (Walker, 1977). Therefore, intensive 
studies for chemical dissolution/precipitation of minerals have been conducted both in 
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the laboratory and field.  
The effects of Po2 on mineral dissolution have been studied for Fe(II)-bearing 
silicate minerals (Murakami et al., 2004; Sugimori et al., 2009, 2012). Although the 
observation of redox-insensitive elements (e.g., Mg and Si) released during dissolution 
of the minerals has revealed that dissolution rates of minerals are not affected by Po2, 
the amounts of released Fe are strongly dependent on Po2: Fe is less released at higher 
Po2 (Murakami et al., 2004; Sugimori et al., 2009, 2012). The apparently low rate of Fe 
dissolution at high Po2 levels has been attributed to oxidation of dissolved Fe(II) to 
Fe(III) and immediate precipitation of Fe(III)-(oxyhdr)oxides (Murakami et al., 2004; 
Sugimori et al., 2009, 2012). Therefore, it is essential to understand the mechanisms of 
Fe(II) oxidation by O2 for understanding Fe behaviors during mineral dissolution. The 
relationships between other redox sensitive elements (e.g., Mn) and Po2 in mineral 
dissolution are less understood (c.f., Junta and Hochella, 1994). 
The effects of Pco2 on dissolution rates of minerals may appear principally in 
three ways: by changing solution pH (e.g., Berner, 1992), by forming metal-carbonate 
complexes at mineral-water interfaces (e.g., Pokrovsky and Schott, 2000) or by 
changing temperature as the greenhouse effect of CO2 (e.g., Brady, 1991). The 
relationships between pH and dissolution rates of minerals are well established (e.g., 
Sverdrup, 1990; Palandri and Kharaka, 2004; Schott et al., 2009). However, pH of 
porewater in weathering profiles is determined not only by Pco2, but also by cation 
concentrations (Holland, 1978). Thus, it is not certain how the change in Pco2 affects 
pH of porewater and weathering rate (e.g., Goddéris et al., 2009). The effects of the 
formation of metal-carbonate complexes on mineral dissolution are not well understood, 
either. Laboratory experiments have reported that the dissolution rates of some minerals 
(e.g., anorthite) are increased by metal-carbonate complexes (Berg and Banwart, 2000) 
while the dissolution rates of some others (e.g., olivine and pyroxene) are not at all 
affected or even decreased (Wogelius and Walther, 1991; Pokrovsky and Schott, 2000; 
Golubev et al., 2005). On the other hand, the temperature change induced by a CO2 
change affects mineral dissolution rates significantly (e.g., Brady and Carroll, 1994). 
The significance of the temperature effects depends on the apparent activation energy of 
mineral dissolution, which has been reported to be affected by solution composition 
(e.g., Cama et al., 1999). Because the relationship between the apparent activation 
energy and solution composition is not yet fully understood, it is not certain how 
mineral dissolution rate changes when temperature changes with CO2. Thus, the effects 
of temperature change with CO2 in natural weathering systems have not yet been well 
established, either (e.g., Brady, 1991). The analysis of the Pco2 effects become much 
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more complicated by the fact that the dissolution rates of minerals in the field are slower 
by orders of magnitude than those in the laboratory due to other factors such as 
saturation degrees of porewater with respect to dissolving minerals, surface roughness 
of minerals, water flow rates in weathering profiles (e.g., White and Brantley, 2003). 
Nevertheless, it is certain that the cations in porewater of weathering profiles are 
charge-balanced by atmosphere-derived bicarbonate/carbonate ions (Holland, 1978). 
To deduce atmospheric composition from paleosols at the time of weathering, the 
knowledge on water-rock-atmosphere interactions as described above must be taken 
into account.  
 
1.3. Application of water-rock-atmosphere interactions to estimation of 
atmospheric compositions in the Precambrian 
 
It has been attempted to apply theories of water-rock-atmosphere interactions to 
the estimation of atmospheric compositions in the Precambrian. Pco2 has been 
estimated from the CO2 consumption by dissolution of silicate minerals. From the 
equilibrium calculations between silicate minerals, atmospheric CO2 and carbonates, 
Urey (1952) suggested that Pco2 was low (as low as 10
−8
 atm) and PCH4 was high in the 
early Earth. However, it is kinetics, but not equilibrium, of weathering that controls 
atmospheric composition (e.g., Lasaga, 1981; Berner et al., 1983), and thus the results 
from simple equilibrium calculation are not always correct (Holland, 1978). Rye et al. 
(1995) applied siderite (Fe(II)CO3)/greenalite (Fe(II)3Si2O5(OH)4) phase equilibrium to 
the estimation of Pco2; they interpreted the absence of siderite in paleosols of ages > 2.2 
Ga as Pco2 < 10
−1.5
 atm at > 2.2 Ga. The estimates given by Rye et al. (1995) were 
criticized by Sheldon (2006) because greenalite is unlikely to occur as a weathering 
product and because the thermodynamic data for greenalite adopted in Rye et al. (1995) 
are not correct. Sheldon (2006, 2013), on the other hand, calculated CO2 consumption 
rates from paleosols using a mass balance method, and estimated ~10
−3.5‒10−1.5 atm of 
Pco2 in the Proterozoic. However, Sheldon’s method (2006) considers only the kinetics 
of CO2 transport into soil, but not the reaction kinetics of weathering itself (Holland and 
Zbinden, 1988; Sheldon, 2006). In addition, the validity of Sheldon’s method (2006) has 
not yet been confirmed.  
The estimation of Po2 in the Precambrian based on water-rock-atmosphere 
interactions has yielded different results between researchers. Sverjensky and Lee 
(2010) estimated extremely low Po2 at >~2.4 Ga (~10
−60‒10−70 atm) based on the phase 
equilibria of siderite, pyrite and uraninite, detrital minerals in ages prior to the GOE. 
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However, such application of phase equilibrium requires to assume that the detrital 
minerals had been exposed to the atmosphere at >~2.4 Ga for infinite time. On the other 
hand, Grandstaff (1980) suggested that the survival of detrital uraninites requires Po2 to 
be < ~10
−3‒10−7 atm using uraninite dissolution kinetics (Grandstaff, 1976). Holland 
(1984) further included the effects of Pco2 on the kinetics of uraninite dissolution, and 
suggested that the survival of detrital uraninites indicates (Po2∙Pco2) < 10
−4.9
. The 
significant difference of Po2 constraints by Sverjensky and Lee (2010) from those by 
Grandstaff (1980) and Holland (1984) indicates the importance of the kinetics of 
water-rock-atmosphere interactions to estimate Po2 from geological records.  
Holland further developed a method for constraining Po2 from paleosols (Holland, 
1984; Holland and Zbinden, 1988; Pinto and Holland, 1988), which is based on the 
transport kinetics of O2 and CO2, the mole numbers of O2 and CO2 demanded for the 
consumption of parent rocks of paleosols and the retention levels of Fe in paleosols. The 
summary of Po2 estimates by his method is given by Rye and Holland (1998): Po2  
10
−3.1
 atm at > 2.245 Ga and Po2  10
−1.5
 atm at < 2.203 Ga. The Po2 constraints from 
paleosols by Holland’s method are dependent on Pco2, and thus the estimates in Rye and 
Holland (1998), where Pco2 was assumed as < 10
−1.7
 atm, change significantly with 
assumed Pco2. In addition, his method considers only the transport kinetics of CO2 and 
O2, and does not take into account the reaction kinetics of rocks (Holland, 1984; 
Holland and Zbinden, 1988; Pinto and Holland, 1988). Recently, Murakami et al. (2011) 
applied Fe(II) oxidation kinetics to Fe behaviors in paleosols in the Paleoproterozoic, 
and estimated Po2 in the era. Their estimates were based on the assumed kinetic law for 
Fe(II) oxidation (i.e., not experimentally obtained one) and the constraints on Po2 from 
MIF-S.  
To improve the method given by Murakami et al. (2011), Yokota et al. (2013) 
developed a weathering model which considers dissolution of Fe(II)-bearing minerals, 
oxidation of dissolved Fe(II) to Fe(III) (and immediate precipitation of 
Fe(III)-(oxyhydr)oxides) and transport of Fe(II) by water flow. The model of Yokota et 
al. (2013) incorporates Fe(II) oxidation kinetic expression obtained from experiments 
given by Sugimori et al. (2011) and predicts Fe redistribution during weathering as a 
function of Po2. The validity of their model has been confirmed by the fact that their 
model can reproduce the Fe redistributions reported in olivine dissolution experiments 
at different Po2 levels by Sugimori et al. (2012). Because paleosols retain different Fe 
redistributions at different Po2 levels at the time of weathering, the model of Yokota et 
al. (2013) can in turn calculate Po2 from the Fe redistributions in paleosols. However, to 
estimate Po2 by their model, the values for the parameters relevant to weathering (e.g., 
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pH of porewater, Pco2, water flow rate, temperature and O2 diffusion into soil) are 
required as inputs that have large uncertainties. In addition, Fe(II) oxidation kinetic data 
used by Yokota et al. (2013) are those obtained at > ~10
−3
 atm of Po2 (Sugimori et al., 
2011) and thus the estimation of Po2 by Yokota et al.’s model (2013) may not be 
accurate at < ~10
−3
 atm.  
The estimates of both Pco2 and Po2 from theory and its application of 
water-rock-atmosphere interactions given in the literature so far are not conclusive as 
described above. To constrain Po2 and Pco2 from paleosols, a weathering model with its 
validity verified must be applied to paleosols. It is also necessary that the effects of both 
Po2 and Pco2 are included in such model, so that the estimates of Po2 and Pco2 are 
consistent with one another.  
 
2. Objectives 
  
 
 
 
 
References 
 
Anbar A. D. (2008) Elements and evolution. Science 322, 1481‒1483. 
Bekker A., Holland H. D., Wang P. -L., Rumble III D., Stein H. J., Hannah J. L., 
Coetzee L. L. and Beukes N. J. (2004) Dating the rise of atmospheric oxygen. 
Nature 427, 117‒120. 
Bekker A., Kaufman A. J., Karhu J. A. and Eriksson K. A. (2005) Evidence for 
Paleoproterozoic cap carbonates in North America. Precambrian Res. 137, 167‒
206. 
Bekker A. and Kaufman A. J. (2007) Oxidative forcing of global climate change: A 
biogeochemical record across the oldest Paleoproterozoic ice age in North America. 
Earth Planet Sci. Lett. 258, 486‒499. 
Berg A. and Banwart S. A. (2000) Carbon dioxide mediated dissolution of Ca-fekdspar: 
implications for silicate weathering. Chem. Geol. 163, 25‒42. 
Berner R. A., Lasaga A. C. and Garrels R. M. (1983) The carbonate-silicate 
geochemical cycle and its effect on atmospheric carbon dioxide over the past 100 
million years. Am. J. Sci. 283, 641‒683. 
Berner R. A. (1992) Weathering, plants, and the long-term carbon cycle. Geochim. 
５年以内に雑誌等で刊行予定のため、非公開 
8 
 
Cosmochim. Acta 56, 3225‒3231. 
Brady P. V. (1991) The effect of silicate weathering on global temperature and 
atmospheric CO2. J. Geophys. Res. B11, 18101‒180106. 
Brady P. V. and Carroll S. A. (1994) Direct effects of CO2 and temperature on silicate 
weathering: Possible implications for climate control. Geochim. Cosmochim. Acta 
58, 1853‒1856. 
Brantley S. L., Goldhaber M. B. and Ragnarsdottir K. V. (2007) Crossing disciplines 
and scales to understand the Critical Zone. Elements 3, 307‒314. 
Caldeira K. and Kasting J. F. (1992) Susceptibility of the early Earth to irreversible 
glaciation caused by carbon dioxide clouds. Nature 359, 226‒228. 
Cama J., Ayora C. and Lasaga A. C. (1999) The derivation-from-equilibrium effect on 
dissolution rate and on apparent variations in activation energy. Geochim. 
Cosmochim. Acta 17, 2481‒2486. 
Claire M. W., Catling D. C. and Zahnle K. J. (2006) Biogeochemical modelling of the 
rise in atmospheric oxygen. Geobiol. 4, 239‒269. 
Evans D. A., Beukes N. J. and Kirschvink J. L. (1997) Low-latitude glaciation in the 
Paleoproterozoic era. Nature 386, 262‒266. 
Farquhar J., Bao T. H. and Thiemens M. H. (2000) Atmospheric influence of earth's 
earliest sulfur cycle. Science 289, 756‒759. 
Farquhar J. and Wing B. A. (2003) Multiple sulfur isotopes and the evolution of the 
atmosphere. Earth Planet. Sci. Lett. 213, 1‒13. 
Farquhar J., Zerkle A. L. and Bekker A. (2011) Geological constraints on the origin of 
oxygenic photosynthesis. Photosyn. Res. 107, 11‒37. 
Feulner G. (2012) The faint young Sun problem. Rev. Geophys. 50, RG2006. 
Junta J. L. and Hochella M. F. Jr. (1994) Manganese (II) oxidation at mineral surfaces: 
A microscopic and spectroscopic study. Geochim. Cosmochim. Acta 22, 4985‒
4999. 
Garrels R. M. and Mackenzie F. T. (1971) Evolution of Sedimentary Rocks. W. W. 
Norton & Company, New York, 397 pp. 
Garrels R. M. and Perry E. A. Jr. (1974) Cycling of carbon, sulfur, and oxygen through 
geologic time. In The Sea (ed. E. Goldberg), vol. 5, pp. 303‒336.   
Goddéris Y., Roelandt C., Schott J., Pierret M-C. and François L. M. (2009) Towards 
and integrated model of weathering, climate and biosphere processes. Rev. Mineral. 
Geochem. 70, 411‒434. 
Goldblatt C., Claire M. W., Lenton T. M., Mathews A. J., Watson A. J. and Zahnle K. J. 
(2009) Nitrogen-enriched greenhouse warming on early Earth. Nat. Geosci. 2, 
9 
 
891‒896. 
Golubev S. V., Pokrovsky O. S. and Schott J. (2005) Experimental determination of the 
effect of dissolved CO2 on the dissolution kinetics of Mg and Ca silicates at 25 °C. 
Chem. Geol. 217, 227‒238. 
Gough D. O. (1981) Solar interior structure and luminosity variations. Solar Phys. 74, 
21‒34. 
Grandstaff D. E. (1976) A kinetic study of the dissolution of uraninite. Econ. Geol. 71, 
1493‒1506. 
Grandstaff D. E. (1980) Origin of uraniferous conglomerates at Elliot Lake, Canada and 
Witwatersrand, South Africa: Implications for oxygen in the Precambrian 
atmosphere. Precambrian Res. 13, 1‒26. 
Haqq-Misra J. D., Domagal-Goldman S. D., Kasting P. J. and Kasting J. F. (2008) A 
revised, hazy methane greenhouse for the Archean Earth. Astrobiology 8, 1127‒
1137. 
Hart M. H. (1978) The evolution of the atmosphere of the Earth. Icarus 33, 23‒39. 
Hazen R. M., Papineau D., Bleeker W., Downs R. T., Freey J. M., McCoy T. J., 
Sverjensky D. A. and Yang H. (2008) Mineral evolution. Am. Mineral. 93, 1693‒
1720. 
Hoffman P. F., Haufman A. J., Halverson G. P. and Schrag D. P. (1998) A 
Neoproterozoic Snowball Earth. Science 281, 1342‒1346. 
Holland H. D. (1978) The Chemistry of the Atmosphere and Oceans. John Wiley & Sons, 
New York, 351pp. 
Holland H. D. (1984) The Chemical Evolution of the Atmosphere and Oceans. Princeton 
University Press, Princeton, NJ, 582 pp. 
Holland H. D. and Zbinden E. A. (1988) Paleosols and the evolution of atmosphere: 
Part I. In Physical and Chemical weathering in Geochemical cycles (eds. A. 
Larman and M. Meybeck). Reidel Dordrecht, pp. 61‒82. 
Holland H. D. (2002) Volcanic gases, black smokers, and the Great Oxidation Event. 
Geochim. Cosmochim. Acta 66, 3811‒3826. 
Holland H. D. (2006) The oxygenation of the atmosphere and oceans. Philos. Trans. R. 
Soc. B 361, 903‒915. 
Holland H. D. (2009) Why the atmosphere became oxygenated: A proposal. Geochim. 
Cosmochim. Acta 73, 5241‒5255. 
Kasting J. F., Liu S. C. and Donahue T. M. (1979) Oxygen levels in the prebiological 
atmosphere. J. Geophys. Res. 84, 3097‒3107. 
Kasting J. F. (1987) Theoretical constraints on oxygen and carbon dioxide 
10 
 
concentrations in the Precambrian atmosphere. Precambrian Res. 34, 205‒229. 
Kasting J. F. (2013) What caused the rise of atmospheric O2? Chem. Geol. 362, 13‒25. 
Kharecha P., Kasting J. F. and Siefert J. (2005) A coupled atmosphere-ecosystem model 
of the early Archean Earth. Geobiol. 3, 53‒76. 
Kirschvink J. L. (1992) Late Proterozoic low-latitude global glaciations: the Snowball 
Earth. In The Proterozoic Biosphere: A Multidisciplinary Study (eds. J. W. Schopf 
and C. Klein), p. 51‒52. Cambridge University Press, Cambridge. 
Knoll A. H. (2003) The geological consequences of evolution. Geobiol. 1, 3‒14. 
Konhauser K. O., Lalonde S. V., Planavsky N. J., Pecoits E., Lyons T. W., Mojzsis S. J., 
Rouzel O. J., Barley M. E., Rosìere C., Fralick P. W., Kump L. R. and Bekker A. 
(2011) Aerobic bacterial pyrite oxidation and acid rock drainage during the Great 
Oxidation Event. Nature 478, 369‒373. 
Lasaga A. C. (1981) Dynamic treatment of geochemical cycles: Global kinetics. Rev. 
Mineral. 8, 69‒110. 
Lowe D. R. and Tice M. M. (2007) Tectonic controls on atmospheric, climatic, and 
biological evolution 3.5-2.4 Ga. Precambrian Res. 158, 177‒197. 
McKay C. P. and Hartman H. (1991) Hydrogen peroxide and the evolution of oxygenic 
photosynthesis. Orig. Life Evol. Biosph. 21, 157‒163. 
Murakami, T., Ito, J., Utsunomiya, S., Kasama, T., Kozai N. and Ohnuki T. (2004) 
Anoxic dissolution processes of biotite: Implications for Fe behavior during 
Archean weathering. Earth Planet Sci. Lett. 224, 117‒129. 
Murakami T., Sreenivas B., Das Sharma S. and Sugimori H. (2011) Quantification of 
atmospheric oxygen levels during the Paleoproterozoic using paleosol 
compositions and iron oxide kinetics. Geochim. Cosmochim. Acta 75, 3982‒4004. 
Nutman A. P. (2006) Antiquity of the oceans and continents. Elements 2, 223‒227. 
Och L. M. and Shields-Zhou G. A. (2012) The Neoproterozoic oxygenation event: 
Environmental perturbations and biogeochemical cycling. Earth-Sci. Rev. 110, 26‒
57. 
Ohmoto H., Watanabe Y. and Kumazawa K. (2004) Evidence from massive siderite 
beds for a CO2-rich atmosphere before ~1.8 billion years ago. Nature 429, 395‒
399. 
Owen T., Cess R. D. and Ramanathan V. (1979) Enhanced CO2 greenhouse to 
compensate for reduced solar luminosity on early Earth. Nature 277, 640‒642. 
Palandri J. L. and Kharaka Y. K. (2004) A compilation of rate parameters of 
water-mineral interaction kinetics for application to geochemical modeling. US 
Geol. Surv. Open File Report 2004‒1068, 64 pp. 
11 
 
Papineau D., Mojzsis S. J., Coath C. D., Karhu J. A. and McKeegan K. D. (2005) 
Multiple sulfur isotopes of sulfides from sediments in the aftermath of 
Paleoproterozoic glaciations. Geochim. Cosmochim. Acta 69, 5033‒5060. 
Papineau D., Mojzsis S. J. and Schmitt A. K. (2007) Multiple sulfur isotopes from 
Paleoproterozoic Huronian interglacial sediment and the rise of atmospheric 
oxygen. Earth Planet Sci. Lett. 255, 188‒212. 
Pavlov A. A., Kasting J. F., Brown, L. L., Rages K. A. and Freedman R. (2000) 
Greenhouse warming by CH4 in the atmosphere of early Earth. J. Geophys. Res. 
105, 11981‒11990. 
Pavlov A. A. and Kasting J. F. (2002) Mass-independent fractionation of sulfur isotopes 
in Archean sediments: Strong evidence for an anoxic Archean atmosphere. 
Astrobiology 2, 27‒41.  
Pierrehumbert R. T., Abbot D. S., Voigt A. and Knoll D. (2011) Climate of the 
Neoproterozoic. Annu. Rev. Earth Planet. Sci. 39, 417‒460. 
Pinto J. P. and Holland H. D. (1988) Paleosols and the evolution of the atmosphere; part 
II. In Paleosols and Weathering through Geologic Time (eds. J. Reinhardt and W. 
Silgeo). Spec. Pap. Geol. Soc., America, pp. 21‒34. 
Pokrovsky O. S. and Schott J. (2000) Kinetics and mechanism of forsterite dissolution 
at 25°C and pH from 1 to 12. Geochim. Cosmochim. Acta 64, 3313‒3325. 
Rye R., Kuo P. H. and Holland H. D. (1995) Atmospheric carbon dioxide concentrations 
before 2.2 billion years ago. Nature 378, 603‒605. 
Rye R. and Holland H. D. (1998) Paleosols and the atmospheric oxygen: A critical 
review. Am. J. Sci. 298, 621‒672. 
Sagan C. and Mullen G. (1972) Earth and Mars: Evolution of atmospheres and surface 
temperatures. Science 177, 52‒56. 
Segura A., Krelove K., Kasting J. F., Sommerlatt D., Meadows V., Crisp D., Cohen M. 
and Mlawer E. (2003) Ozone concentrations and ultraviolet fluxes on Earth-like 
planets around other stars. Astrobiology 3, 689‒708. 
Schott J., Pokrovsky O. S. and Oelkers E. H. (2009) The link between mineral 
dissolution/precipitation kinetics and solution chemistry. Rev. Mineral. Geochem. 
70, 207‒258. 
Sheldon N. D. (2006) Precambrian paleosols and atmospheric CO2 levels. Precambrian 
Res. 147, 148‒155. 
Sheldon N. D. (2013) Causes and consequences of low atmospheric pCO2 in the Late 
Mesoproterozoic. Chem. Geol. 362, 224‒231. 
Sugimori H., Yokoyama T. and Murakami T. (2009) Kinetics of biotite dissolution and 
12 
 
Fe behavior under low O2 conditions and their implications for Precambrian 
weathering. Geochim. Cosmochim. Acta 73, 3767‒3781. 
Sugimori H., Kanzaki Y., Yokota K. and Murakami T. (2011) Nonlinear dependence of 
the oxidation rate of Fe(II) on dissolved oxygen under low-O2 conditions in 
aqueous solutions. J. Mineral. Petrol. Sci. 106, 142‒152. 
Sugimori H., Kanzaki Y. and Murakami T. (2012) Relationship between Fe 
redistribution and Po2 during mineral dissolution under low O2 conditions. 
Geochim. Cosmochim. Acta 84, 29‒46. 
Sverdrup H. U. (1990) The Kinetics of Base Cation Release due to Chemical 
Weathering. Lund University Press, Lund, Sweden, 246 p. 
Sverjensky D. A. and Lee N. (2010) The Great Oxidation Event and mineral 
diversification. Elements 6, 31‒36. 
Trainer M. G., Pavlov A. A., Dewitt H. L., Jimenez J. L., McKay C. P., Toon O. B. and 
Tolbert M. A. (2006) Organic haze on Titan and the early Earth. Proc. Natl. Acad. 
Sci. 103, 18035‒18042. 
Urey H. C. (1952) On the early chemical history of the Earth and the origin of life. Proc. 
Natl. Acad. Sci. U.S.A. 38, 351‒363. 
Valley J. W., Peck W. H., King E. M. and Wilde S. A. (2002) A cool early Earth. 
Geology 30, 351‒354. 
Walker J. C. G. (1977) Evolution of the Atmosphere. Macmillan, New York. 
Walker J. C. G. (1982) Climatic factors on the Archean earth. Palaeogeography 
Palaeoclimatol. Palaeoecol. 40, 1‒11. 
White A. F. and Brantley S. L. (1995) Chemical weathering rates of silicate minerals: 
an overview. Rev. Mineral. 31, 1‒22. 
White A. F. and Brantley S. L. (2003) The effect of time on the weathering of silicate 
minerals: Why do weathering rates differ in the laboratory and field? Chem. Geol. 
202, 479‒506. 
Wogelius R. A. and Walther J. V. (1991) Olivine dissolution at 25°C: Effects of pH, CO2 
and organic acids. Geochim. Cosmochim. Acta 55, 943‒954. 
Wordsworth R. and Pierrehumbert R. (2013) Hydrogen-Nitrogen greenhouse warming 
in Earth’s early atmosphere. Science 339, 64‒67. 
Yokota K., Kanzaki Y. and Murakami T. (2013) Weathering model for the quantification 
of atmospheric oxygen evolution during the Paleoproterozoic. Geochim. 
Cosmochim. Acta 117, 332‒347. 
Zahnle K. J., Claire M. and Catling D. (2006) The loss of mass-independent 
fractionation in sulfur due to a Paleoproterozoic collapse of atmospheric methane. 
13 
 
Geobiology 4, 271‒283. 
14 
 
 
II. Estimates of atmospheric CO2 in the Neoarchean-Paleoproterozoic 
from paleosols 
 
５年以内に雑誌等で刊行予定のため、非公開 
15 
 
 
III. Rate law of Fe(II) oxidation under low O2 conditions 
 
1. Introduction 
 
Many geological signatures point to a great rise of atmospheric oxygen in the 
Paleoproterozoic (the Great Oxidation Event, GOE) (see recent reviews, Canfield, 2005; 
Catling and Claire, 2005; Sreenivas and Murakami, 2005; Holland, 2006; Kasting and 
Ono, 2006). Mass independent fractionation of sulfur isotopes (MIF-S where ∆33S  
33S − 0.51534S ≠ 0) and some other geological records indicate that oxygen 
increased from ≤ ~10−6 atm of partial pressure of the atmospheric oxygen (Po2) at ≥ 
2.45 Ga, ≥ ~10−6 atm at 2.32 Ga, and to ≥ ~10−3 atm at 2.0 Ga (Farquhar et al., 2000; 
Pavlov and Kasting, 2002; Farquhar and Wing, 2003; Bekker et al., 2004). The Fe 
contents of paleosols (soils formed by ancient weathering) formed during the 
Precambrian can be also used as a barometer of Po2 levels because Fe is sensitive to 
redox state: Fe(II) in water is oxidized to Fe(III) which readily precipitates as Fe(III) 
(hydr)oxides and remains in a weathering profile at high Po2 levels, while Fe(II) flows 
out of the profile, saved from oxidation, at low Po2 levels (Murakami et al., 2011). Then, 
redox-sensitive elements such as Fe retained in a weathering profile should reflect the 
Po2 level at the time of weathering. Indeed, some authors have extracted strong 
constraints on the transition of Po2 levels, e.g., from <~10
−3
 to >~10
−2
 atm of Po2 at 
~2.2 Ga (e.g., Holland, 1984; Rye and Holland, 1998). Such transition is reflected by Fe 
kinetics but not by Fe thermodynamics because Fe(III) (hydr)oxides are 
thermodynamically stable at >10
−60
 atm of Po2 in the range of weakly-acidic to neutral 
pH (e.g., Ohmoto et al., 2004). A quantitative pattern of the GOE has been recently 
estimated taking account of the Fe oxidation kinetics, proposing a gradual rise of 
atmospheric oxygen in the Paleoproterozoic (Murakami et al., 2011). However, the Fe 
oxidation rates under low O2 conditions used by Murakami et al. (2011) were assumed 
rates, and therefore, the rate law should be determined experimentally for more accurate 
estimation of Po2 levels. Even in the modern Earth’s surface, there are some O2-limited 
environments, such as oxygen minimum zones in the ocean and redox fronts in lakes 
and groundwaters (e.g., Teutsch et al., 2005; 2009; Paulmier and Ruiz-Pino, 2009; 
Keeling et al., 2010) where Fe(II) oxidation kinetics as a function of O2 is important.  
There are few experiments that elucidate the relationships between the Fe(II) 
oxidation rate and Po2. On the other hand, the rate of Fe(II) oxidation in modern surface 
environments (high O2 conditions) has been studied in-depth by numerous researchers. 
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The most accepted mechanisms of Fe(II) oxidation by dissolved O2 (DO) are described 
by (e.g., Stumm and Lee, 1961; King et al., 1995; Emmenegger et al., 1998; 
Santana-Casiano et al., 2005) 
 22 OFe(III)OFe(II)                      (1) 
222 OHFe(III)2HOFe(II) 

              (2) 
  OHOHFe(III)OHFe(II) 22             (3) 
  OHFe(III)OHFe(II)                    (4) 
where Reactions (1) and/or (3) are the rate determining steps. Stumm and Lee (1961) 
have established a rate law for Fe(II) oxidation by DO in natural water at > pH 5: 
2
2 ]][OH[Fe(II)][O
d
d[Fe(II)]  k
t
                 (5) 
where [Fe(II)], [O2] and [OH
−
] are the concentrations of total Fe(II), DO and OH
−
, 
respectively, in solution (mol L
−1
) and k is the rate constant (L
3
 mol
−3
 min
−1
). DO can be 
substituted by Po2 under the equilibrium of gas and liquid, applying Henry’s law, and 
[OH
−
] can be substituted by pH. Then, Eq. (5) indicates the rate of Fe(II) oxidation is a 
function of pH and Po2. The effects of pH on the oxidation rate have been scrutinized 
along with the effects of other solution factors, such as temperature and ionic strength, 
and Fe(II) interactions with anions and organic materials (e.g., Tamura et al., 1976a; 
Theis and Singer, 1974; Millero et al., 1987; King, 1998; Santana-Casiano et al., 2000, 
2004; Rose and Waite, 2002; Craig et al., 2009; Burns et al., 2010, 2011a, b; González 
et al., 2010; Mao et al., 2011). Singer and Stumm (1970) have shown that the exponent 
of [OH
−
] is smaller than 2 at pH < 5, and the rate is independent of pH at pH < 3.5. In 
contrast, the effects of oxygen on the oxidation rate have not been tested over a wide 
range of Po2. Stumm and Lee (1961) have established Eq. (5) by varying Po2 from 
0.107 to 0.195 atm and Tamura et al. (1976a; b) have confirmed the validity of Eq. (5) at 
Po2 = 0.308−0.903 atm. These oxygen levels were within one order of the present 
atmospheric oxygen level (Po2 = 0.2 atm). On the other hand, Liang et al. (1993) have 
examined oxidation rates down to Po2 = 5×10
−3
 atm and indicated that ―at low DO, the 
rate appeared to deviate from the theoretical prediction‖. Sugimori et al. (2011) have 
performed oxidation experiments at 9.6×10
−4−0.2 atm of Po2, indicated deviation from 
Eq. (5) at low Po2, and suggested the possibility of further deviation under even lower 
O2 conditions. Sugimori et al. (2012) have conducted dissolution experiments of olivine 
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at ~10
−4−0.2 atm of Po2 and demonstrated a possible change in the Fe(II) oxidation rate 
law as a function of Po2. The results by Liang et al. (1993) and Sugimori et al. (2011; 
2012) prompt me to establish a revised Fe(II) oxidation rate law over a wide range of 
Po2. 
In the context of both the precise interpretation of geologic records of Fe and the 
elucidation of the Fe(II) oxidation mechanism itself, it is indispensable to fully 
comprehend the relationships between Po2 and the Fe(II) oxidation rate. In this chapter, 
Fe(II) oxidation rates at the inferred, low Po2 levels during the GOE (Po2 = 10
−5−10−4 
atm) were examined. Following the method of Sugimori et al. (2011), the general 
oxidation rate law is represented by 
yxk
t
][OH][Fe(II)][O
d
d[Fe(II)]
2
                        (6) 
where x and y are variables. The variables, x and y, were determined as a function of DO 
by a series of experiments at Po2 = ~10
−5−~10−4 atm. All experiments were conducted 
in a glove box where DO concentrations were controlled by introducing Ar gas and 
monitored by DO and O2(gas) meters. Sugimori et al. (2011) have shown that when 
[Fe(II)] is larger than the [O2] supplied to the system, Fe(II) oxidation does not follow 
the pseudo-first-order reaction, suggesting that the rate of DO consumption is faster 
than that of O2 supply, and the actual DO concentration in the exact reaction area is 
lower than the supplied [O2]. Although the stoichiometric Fe(II)/O2 ratio of 4:1 
(Reactions (1)‒(4)) means that [Fe(II)] has to be lower than 4×[O2] on the molar scale 
(King et al., 1995), whether the inflow rate of O2 is stoichiometrically sufficient to fully 
oxidize Fe(II) depends on time required for Fe(II) to consume O2. Indeed, even when 
the monitored DO concentration is stoichiometrically insufficient, the reaction resulting 
in pseudo-first order is observed (Sugimori et al., 2011). Under low O2 conditions, 
Fe(II) must be reacted in low concentration, and therefore, I adopted Fe(II)-luminol 
chemiluminescence (e.g., King et al. 1995), which can measure Fe(II) on the nanomolar 
level. This chapter aims (1) to determine the Fe(II) oxidation rates under low O2 
conditions and establish a new Fe(II) oxidation rate law over a wide range of Po2, (2) to 
suggest possible mechanisms of the oxidation, and (3) to consider the applicability of 
the rate law to the Precambrian paleosols. 
 
2. Experimental methods 
 
2.1. Reagents 
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All solutions were prepared using 18.2 MΩ Milli-Q water. Chemicals were all  
reagent-grade and used as received; tris(hydroxymethyl)aminomethane (Tris) 
(C4H11NO3; purity >99.0%, Wako Pure Chemical Industries, Ltd., Japan), hydrochloric 
acid (HCl; assay 35–37%, Wako Pure Chemical Industries, Ltd., Japan), ferrous 
ammonium sulfate hexahydrate (Fe(NH4)2(SO4)2·6H2O; purity >99.5%, Wako Pure 
Chemical Industries, Ltd., Japan), oxalic acid dihydrate ((COOH)2·2H2O; purity 
>99.5%, Wako Pure Chemical Industries, Ltd., Japan), citric acid monohydrate 
(C6H8O7·H2O; purity >99.5%, Wako Pure Chemical Industries, Ltd., Japan), potassium 
hydroxide (KOH; purity >85.0%, Wako Pure Chemical Industries, Ltd., Japan), luminol 
(5-amino-2,3-dihydro-1,4-phthalazinedione) (C8H7N3O2; purity >99.0%, Wako Pure 
Chemical Industries, Ltd., Japan), boric acid (H3BO3; purity >99.5%, Kanto Chemical 
Co., Inc.) and hydrogen peroxide (H2O2; assay 30.0–35.5%, Wako Pure Chemical 
Industries, Ltd., Japan). Ar gases used were >99.99% or >99.9999% purity (Suzuki 
Shokan Co., Ltd., Japan) depending on the concentrations of DO. 
 
2.2. Fe(II) oxidation experiments 
 
Fe(II) oxidation experiments at ~10
−5−~10−4 atm of Po2 were conducted in the 
glove box at room temperature (22 ± 1 °C). The detailed procedures to reach low Po2 in 
the glove box are described by Sugimori et al. (2009). The Fe(II) oxidation proceeded in 
buffer solutions prepared with 0.04 M Tris and 0.04 M HCl in polypropylene containers, 
at pH 7.57‒8.09 and ionic strength ~0.03. The experimental conditions except for Po2 
were the same as those used by Sugimori et al. (2011) so that a comparison between the 
two studies can be performed. The Fe(II) stock solution (0.5‒100 µM), prepared by 
dissolving Fe(NH4SO4)2·6H2O in 2 mM HCl solution, was put into the glove box 
together with the buffer solutions. When Po2 reached the expected value, the Fe(II) 
stock solution (~1 mL) was delivered to the buffer solution (100 mL) and the oxidation 
experiment was started. At appropriate intervals, ~3 mL of solution sample was 
removed for the Fe(II) concentration measurement and was transferred directly through 
a Teflon tube to the sample injector of the Fe(II) measurement apparatus, which enabled 
nearly in-situ measurements with the measurements of Fe(II) conducted without further 
oxidation of Fe(II) (see next section for the detail). 
The initial Fe(II) concentrations with approximately one-order difference were 
used for the oxidation experiments at ~10
−5
 and ~10
−4
 atm of Po2 to confirm little effect 
of the initial Fe(II) concentration on Fe(II) oxidation (Sugimori et al., 2011): 5.7×10
−8‒
1.1×10
−6
 M at ~10
−4
 atm and 5.8×10
−9‒4.0×10−8 M at ~10−5 atm. Measurements of the 
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pH and DO/Po2 were conducted in the glove box. For the pH measurements, an F-21 
pH meter (Horiba, Japan) was used; calibrations were performed on the free hydrogen 
scale at pH 6.86 (phosphate buffer) and pH 9.18 (borate buffer) at 22 °C. The error in 
the pH value was ±0.02. The pH variations throughout the oxidation experiments were 
within 0.02 of the initial pH values.  
The oxygen concentrations in the solution and/or gas were measured by a DO 
meter (Toko Chemical Laboratories, DO Meter TOX-02H; detection limit, 5×10
−6
 atm 
of Po2) for the ~10
−4
 atm experiments (runs of series 4 in Table 1) and by an O2 (gas) 
meter (Toray Engineering Co., Ltd., zirconia oxygen analyzer LC-850KS; detection 
limit: 2×10
−10
 atm of Po2) for the ~10
−5
 atm experiments (runs of series 5 in Table 1). 
The two O2 meters showed consistent values within the experimental errors at ~10
−4
 
atm of Po2, but the DO meter did not show stable values at ~10
−5
 atm. Ar gas was 
introduced to the solution in the glove box directly. The solution was bubbled with Ar 
gas throughout the experiment to ensure the equilibrium between the gaseous and 
dissolved aqueous phase oxygen and the O2 concentration was monitored during the 
entire experiment. To reach the expected values of Po2, the gas flow rate was controlled 
at 50 mL/min ‒ 2 L/min using > 99.99% purity Ar gas for the ~10−4 atm experiments, 
and at 500 mL/min ‒ 2 L/min using > 99.9999% purity Ar gas for the ~10−5 atm 
experiments. 
All experimental conditions are listed in Table 1. To distinguish one experimental 
run from another, run numbers are assigned according to the Po2 levels (4 for ~10
−4
 atm 
and 5 for ~10
−5
 atm), the pH values (A for ~7.7 and S for ~8.0) and the initial 
concentrations of Fe(II) ([Fe(II)]0) (L for [Fe(II)]0 ~one order magnitude larger; see 
Section 3 for the explanation of the actual [Fe(II)]0 values). For similar experimental 
conditions, a prime mark was added to one of the two corresponding runs.  
 
2.3. Fe(II) analysis 
 
The Fe(II) concentrations of the collected samples delivered from the glove box 
through a Teflon tube were measured by a flow-injection system (FIS) utilizing 
Fe(II)-luminol chemiluminescence (King et al., 1995). In the FIS, a carrier solution 
consisting of 6 mM oxalic acid and 3 mM citric acid was adjusted to pH 4.1 by adding 
potassium hydroxide solution (~2 M). The luminol solution was prepared by dissolving 
luminol in a 0.15 M boric acid solution and adjusting the pH to 11.0 with a potassium 
hydroxide solution. The luminol concentration was 0.1 mM for the measurements of the 
higher concentrations of Fe(II) (for the experiments at ~50‒900 nM of [Fe(II)]0) and 
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was 0.05 mM for the lower concentrations of Fe(II) (~5‒50 nM of [Fe(II)]0). The 
luminol concentrations were chosen based on the reported sensitivity increase 
(O’Sullivan et al., 1995). The hydrogen peroxide solution was prepared with 10 mM of 
H2O2 in 0.1 M Tris. The two solutions of luminol and hydrogen peroxide were pumped 
by a high performance liquid chromatography pump (JASCO PU-2080i) and were made 
to react with the sample that was carried in the carrier solution by a Shimadzu LC-10Ai. 
The mixed solution was measured by a luminescent detector (JASCO TM-2027). The 
relationships between the Fe(II)-induced chemiluminescence intensities and the Fe(II) 
concentrations (fitted by a quadratic curve (R
2
 > 0.999)) were obtained from Fe(II) 
standard solutions. The standard solutions were prepared in the glove box under the 
same conditions as those for the Fe(II) oxidation experiments which were subsequently 
carried out. Therefore, the matrix effects of O2, Tris, HCl and pH on luminol 
chemiluminescence (Rose and Waite, 2001; Xiao et al., 2002) can be ignored. Due to 
the low O2 conditions in the glove box, there was insignificant or no Fe(II) oxidation 
during sampling and measurement (Rose and Waite, 2001), which was confirmed by 2‒
3 times measurements of Fe(II) for the same samples and standards (done within 5 min 
for the whole procedure). The effect of Fe(III) on the luminosity was checked for 
different Fe(III) concentrations (20‒70 nM) and found to be negligible compared to the 
effect of Fe(II) (data not shown). Therefore, all luminosity changes during the oxidation 
experiments were attributed to changes in the Fe(II) concentration. The quantitative 
detection limit of the Fe(II) concentration by this method is 0.9 nM. The low detection 
limit of [Fe(II)] in FIS enables the Fe(II) oxidation experiments at Po2 levels lower than 
the previous studies (<10
−3
 atm, e.g., Liang et al., 1993; Sugimori et al., 2011) (Section 
1). 
 
3. Results 
 
The rate law of Fe(II) oxidation (Eq. (6)) is simplified as 
[Fe(II)]
d
d[Fe(II)]
λ
t
                                                (7) 
where 
yxkλ ][OH][O2
                                                 (8) 
Eq. (7) is then integrated to: 
λt
0[Fe(II)]
[Fe(II)]
ln                                                   (9) 
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or 
0ln[Fe(II)]ln[Fe(II)]  λt                                           (10) 
where [Fe(II)]0 is the initial Fe(II) concentration (mol L
−1
) and t is the elapsed time 
(min). 
For an experiment at a given Po2, pH, [Fe(II)]0, ionic strength, and temperature, 
the value of λ can be obtained as the slope of the line drawn by plotting 
ln{[Fe(II)]/[Fe(II)]0} against time (Eq. (9)) or by plotting the ln[Fe(II)]-time variations 
(Eq. (10)). The addition of the Fe(II) stock solution to the buffer solution was the start 
of an oxidation experiment in the glove box. It took at most a few days before the 
addition because of the difficulty to reach the expected Po2 values. This delay must have 
decreased the accuracy in calculating [Fe(II)]0 from the concentration of Fe(II) in the 
stock solution. To evaluate the [Fe(II)]0 values accurately, the [Fe(II)]0 values were 
obtained from the intercepts of regression lines at the ln[Fe(II)] axis (Fig. 1) according 
to Eq. (10). Thus, all [Fe(II)]0 values listed in Table 1 were those obtained in the above 
way and not the as-prepared concentrations. The Fe(II) oxidation profiles at Po2 = ~10
−5
 
to ~10
−4
 atm are given in Fig. 1. Fitted to the linear regression, the λ values were 
determined (Table 1), and the correlation coefficients (R
2
) were 0.97 for run number 
5SL, 0.98 for series 4, 5AL’ and 5S’, and 0.99 for 5AL and 5S. Therefore, the Fe(II) 
oxidation rate law adheres to pseudo-first order down to 10
−5
 atm of Po2.  
I here define kapp as λ = kapp[O2][OH
−
]
2
. Then, kapp is equal to the rate constant of the 
classic rate law (Eq. (5)). If the Fe(II) oxidation adhered to the classic rate law even 
under low O2 conditions, the values of kapp calculated from the λ values would be 
constant. However, Table 1 reveals that the values of kapp change significantly and are 
smaller at ~10
−4
 atm of Po2 (run numbers of series 4 in Table 1) than at ~10
−5
 atm of Po2 
(series 5). The faster Fe(II) oxidation rate under low O2 conditions than expected from 
the classic rate law is also known from the half-life time of Fe(II) (≡ (ln2)/λ). The 
half-life times are ~270 and ~1000 minutes at pH 8.04 (4S) and 7.74 (4A), respectively, 
at Po2 = ~7×10
−5
 atm, and ~700 and ~4500 minutes at pH 8.09 (5SL) and 7.57 (5AL), 
respectively, at Po2 = ~10
−5
 atm. However, the half-life times calculated from the rate 
law of Stumm and Lee (1961) (Eq. (5); k = 1.5×10
13
 mol
−2
 L
2
 atm
−1
 min
−1
) are ~570 
(corresponding to run number 4S), ~2160 (4A), ~3000 (5SL) and ~30000 (5AL) 
minutes. The examinations of half-life time and kapp reveal that the Fe(II) oxidation rate 
cannot be expressed by the classic rate law (Eq. (5)) under low O2 conditions. In 
addition, the lower the O2 concentration becomes, the faster the Fe(II) oxidation rate is 
compared to the expected rate from the classic rate law. 
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Figure 1. Logarithmic plot of [Fe(II)] (M) against time (minutes) at (a) ~10
−4
 and (b) ~10
−5
 atm of 
Po2. Dashed lines represent the linear regression of the experimental data. Note the different 
horizontal axes between the A and S series. 
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Table 1. Summary of the experimental conditions. 
Run Po2 
a [O2] 
b 
pH 
[Fe(II)]0 [Fe(II)]0 Ionic strength log λ
 c log kapp 
d  log k" e log k' f 
number [atm] [M] [ppb] [M] [M] [min−1] [M−3 min−1] [M−1min−1] [M−2 min−1] 
4AL 1.2 (0.8)g×10−4  1.6 (1.1)×10−7  7.70 (0.02) 61.0 (4.9) 1.1 (0.09)×10−6  0.033 (0.001) −3.15 (0.06) 16.91 (0.35) 3.69 (0.35) 9.44 (0.07) 
4SL 2.1 (0.6)×10−4 2.8 (0.8)×10−7  8.05 (0.02) 53.4 (7.1) 9.6 (1.3)×10−7  0.028 (0.001) −2.34 (0.06) 16.69 (0.14) 4.21 (0.13) 9.54 (0.07) 
4A 7.1 (1.4)×10−5  9.1 (2.0)×10−8  7.74 (0.02) 4.38 (0.25) 7.89 (0.44)×10−8  0.035 (0.001) −3.15 (0.04) 17.01 (0.11) 3.87 (0.10) 9.27 (0.06) 
4A' 6.8 (3.3)×10−5  9.5 (4.5)×10−8  7.71 (0.02) 3.17 (0.12) 5.71 (0.21)×10−8  0.035 (0.001) −3.30 (0.04) 16.94 (0.22) 3.74 (0.22) 9.37 (0.06) 
4S 6.7 (2.0)×10−5  9.0 (2.7)×10−8  8.04 (0.02) 4.56 (0.17) 8.21 (0.30)×10−8  0.031 (0.001) −2.59 (0.04) 16.96 (0.14) 4.45 (0.14) 9.32 (0.06) 
5AL 1.1 (0.2)×10−5  1.5 (0.2)×10−8  7.57 (0.02) 1.42 (0.07) 2.56 (0..1)×10−8  0.035 (0.001) −3.81 (0.04) 17.30 (0.07) 3.81 (0.06) 8.82 (0.06) 
5AL' 2.7 (0.5)×10−5  3.6 (0.6)×10−8  7.58 (0.02) 1.88 (0.06) 3.39 (0.14)×10−8  0.035 (0.001) −3.81 (0.03) 17.11 (0.09) 3.63 (0.08) 9.02 (0.05) 
5SL 1.0 (0.2)×10−5  1.4 (0.2)×10−8  8.09 (0.02) 2.22 (0.14) 4.00 (0.25)×10−8  0.029 (0.001) −2.99 (0.09) 17.24 (0.11) 4.83 (0.11) 8.84 (0.10) 
5S 1.1 (0.2)×10−5  1.5 (0.2)×10−8  8.01 (0.02) 0.32 (0.02) 5.8 (0.2)×10−9   0.029 (0.001) −3.07 (0.04) 17.29 (0.08) 4.78 (0.07) 8.90 (0.06) 
5S' 1.1 (0.1)×10−5 1.5 (0.1)×10−8  8.04 (0.02) 0.37 (0.01) 6.7 (0.1)×10−9  0.029 (0.001) −2.91 (0.03) 17.41 (0.06) 4.91 (0.04) 8.99 (0.05) 
aConversion of [O2] according to Henry’s law at 22 °C for 4 series. 
bConversion of Po2 according to Henry’s law at 22 °C for 5 series. 
cλ was obtained from the data in Fig.1 assuming pseudo-first-order regression. 
dkapp was obtained from λ, [O2] and [OH
−] in the table according to λ = kapp[O2][OH
−]2. 
ek″ was obtained from λ and [O2] in the table according to λ = k″[O2]. 
fk′ was obtained from λ and [OH−] in the table according to λ = k′[OH−]2. 
gFigure in parentheses denotes standard deviation, σ, or 2σ.  
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4. Discussion 
 
4.1. pH dependence of oxidation rate  
 
The effects of pH on Fe(II) oxidation are assessed by scrutinizing y behavior in 
Eq. (6) under various experimental conditions. Each set of experimental conditions such 
as Po2 and pH yields an individual λ value, and y at a given Po2 can be obtained if the 
parameter [O2] can be excluded from Eq. (6) by introducing the rate constant, k″:  
][Fe(II)][O
d
d[Fe(II)]
2k"
t
                                           (11) 
where yk
λ
k" ][OH
][O2
                                        (12) 
Note that k″ includes a shift from the oxidation rate assuming x = 1 (larger k″ value at 
smaller Po2 for a given pH in Fig. 2). Eq. (12) is rewritten as 
][OHlogloglog  ykk"                                         (13) 
The k″ values can be calculated from the  and [O2] values (Eq. (12)), and are listed in 
Table 1. By plotting the k″ values against [OH−] in the logarithmic scale, y can be 
estimated from the slopes (Fig. 2). The y values were 1.90 (0.32) and 2.00 (0.23) at 
Po2 = ~10
−4
 and ~10
−5
 atm, respectively (solid lines in Fig. 2). Sugimori et al. (2011) 
showed that y = 2.08 (0.07) and 2.00 (0.06) at ~10−2 and ~10−3 atm of Po2, 
respectively (dashed lines in Fig. 2). The slightly larger y value at 0.2 atm of Po2 (dotted 
line in Fig. 2, Sugimori et al., 2011) is ascribed to the back reaction of Fe(III) by 
superoxide, O
•−
2 , at lower pH (Rose and Waite, 2002; Santana-Casiano et al., 2005; 
Sugimori et al., 2011). However, the effect of the back reaction of Fe(III) is not 
observed at pH 6.89 at both ~10
−2
 and ~10
−3
 atm of Po2, which indicates that the rates 
of Fe(III) hydrolysis and precipitation are sufficiently faster than the oxidation rate and 
Fe(III) cannot compete with Fe(II) for O
•−
2  (Reaction (2)) because of the slower Fe(II) 
oxidation rates under lower O2 conditions. This is the same for the oxidation rates at 
~10
−4
 and ~10
−5
 atm of Po2. Consequently, the y values (1.90 and 2.00) at ~10
−4
 and 
~10
−5
 atm of Po2 are almost certain although the data points are located at almost two 
pH values for each Po2 condition (Fig. 2). Therefore, over a wide range of Po2, 
10
−5−10−2 atm, y can be equal to 2.  
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Figure 2. Plot of log k″ against pH. Half-filled triangles and circles are the data points at ~10
−4
 (run 
numbers 4A, 4A’ and 4S) and ~10
−5
 (5AL, 5SL, 5S and 5S’) atm of Po2, respectively. 
Experimental runs with similar Po2 values were chosen for each set (Table 1) because a minor 
change in [O2] has an effect on the k″ value and thus the y estimation (Eq. (12)). Solid lines 
correspond to linear regression of the experimental data at ~10
−4
 and ~10
−5
 atm of Po2. The 
slopes of the regression lines, i.e., the y values, are 1.90 and 2.00 at ~10
−4
 and ~10
−5
 atm of Po2, 
respectively. Also shown are the experimental results of Sugimori et al. (2011): open circles, 
diamonds and squares represent the data points at 0.2, ~10
−2
 and ~10
−3
 atm of Po2, respectively, 
and dashed lines correspond to the linear regression of the experimental data at ~10
−2
 and ~10
−3
 
atm of Po2, which show values of 2.08 and 2.00 for y, respectively. The regression shown by 
dotted line indicates that y = 2.69 at Po2 = 0.2 atm. 
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4.2. Po2 dependence of oxidation rate  
 
Similarly to the previous section, the effects of Po2 on Fe(II) oxidation are 
examined from Eq. (6); x at a given pH can be obtained if the parameter [OH
−
] can be 
excluded from Eq. (6). Using the y value of 2 and the rate constant, k′, Eq. (6) can be 
rewritten as 
2]H[Fe(II)][O
d
d[Fe(II)]  k'
t
                                         (14) 
where xk
λ
k' ][O
][OH
22


                                        (15) 
or ]log[Ologlog 2xkk'                                            (16) 
The k′ values can be calculated from the  and pH (or [OH−]) values (Eq. (15)) and are 
listed in Table 1. By plotting the k′ values against [O2] on a logarithmic scale (or log 
Po2), the x values are estimated from the slopes (Fig. 3). The log k′ values at 0.2‒~10
−3
 
atm of Po2 (Sugimori et al., 2011) are also plotted in Fig. 3 where I can observe the k′ 
values against Po2 to comprehensively understand the oxidation rate dependence on Po2 
over a wide range of Po2. Fig. 3 reveals unambiguously that both x and k (Eqs. (6) and 
(16)) change, depending on the range of Po2: x = 0.98 (±0.04) and log k = 15.46 (±0.06) 
(defined as log khigh) at ~6×10
−3‒0.2 atm of Po2 (dotted line in Fig. 3) and x = 0.58 
(±0.02) and log k = 13.41 (±0.03) (defined as log klow) at 10
−5‒~6×10−3 atm of Po2 
(dashed line in Fig. 3). The threshold value of Po2, 6×10
−3
 atm (8 µM of [O2]), is 
calculated at the point where khigh[O2]
0.98
 = klow[O2]
0.58
 (the point of intersection of the 
dotted and dashed lines in Fig. 3), and the threshold value has a range of 1.6×10
−3
 ‒ 
1.3×10
−2
 atm of Po2 (2‒17 µM of [O2]), resulting from the errors in x and k. The value 
of x remains ~1 down to ~6×10
−3
 atm of Po2, which validates the results of previous 
studies conducted at > ~6×10
−3
 atm of Po2 assuming x = 1 (e.g., González-Dávila et al., 
2006; Trapp and Millero, 2007). On the other hand, Liang et al. (1993) and Sugimori et 
al. (2011) have pointed out that the Fe(II) oxidation rate deviates from the linear 
dependence on Po2 at 1×10
−3‒5×10−3 atm of Po2 although the deviations suggested by 
the two studies are opposite to one another, slower and faster than those expected from 
the classic rate law (Eq. (5)). The x value of 0.58 at < ~6×10
−3
 atm of Po2 clearly 
indicates that the oxidation rate dependence on Po2 changes under low O2 conditions, 
and the rates are faster than those expected from the classic rate law. This change of x as 
well as that of k strongly suggest that the oxidation mechanisms change at < ~6×10
−3
 
atm of Po2 from those at higher Po2 levels. Furthermore, little deviation of the data 
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points from the two regression lines in Fig. 3 confirms that the initial Fe(II) 
concentration has little effect on Fe(II) oxidation over a wide range of Po2.  
 
 
Figure 3. Plot of log k′ against log Po2 and log [O2]. Overwritten symbols at ~10
−5
‒~10
−4
 atm of Po2, 
this study; open symbols at ~10
−3
‒0.2 atm of Po2, Sugimori et al. (2011). Lines are fitted 
functions of k′ = k[O2]
x
; dotted line at ~10
−2
‒0.2 atm of Po2 (log k = 15.46 and x = 0.98 (R
2
 = 
0.991)) and dashed line at 10
−5
 ≤ Po2 < 10
−2
 atm (log k = 13.41 and x = 0.58 (R
2
 = 0.988)). When 
error bars are not shown in the figure, they are less than the size of the symbols.  
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4.3. Possible mechanisms of Fe(II) oxidation under low O2 conditions 
 
As mentioned above, the Fe(II) oxidation rate law can be expressed by 
20.98
2high ][OH][Fe(II)][O
d
d[Fe(II)]  k
t
  (~6×10
−3
 < Po2 < 0.2 atm)         (17) 
and 
280.5
2low ][OH][Fe(II)][O
d
d[Fe(II)]  k
t
  (10
−5
 < Po2 < ~6×10
−3
 atm)         (18) 
When Po2 is relatively high (~6×10
−3
 < Po2 < 0.2 atm), the rate law is essentially the 
same as the classic rate law (Eq. (5)). The mechanisms that formulate the classic rate 
law have been investigated by Millero and coworkers; when O2 is the dominant oxidant 
of Fe(II), x = 1 can be assumed (Millero, 1985; Millero et al., 1987). The y variation 
with pH is explained by the dominant Fe(II) species that are determined by the 
reactivity and amounts of Fe(II) species (Millero, 1985; Millero et al., 1987; King, 
1998; Santana-Casiano et al., 2005; Trapp and Millero, 2007).  
The value of x, 0.58, indicates less involvement of O2 in the dominant oxidation 
reaction(s) at < ~6×10
−3
 atm of Po2 than at higher Po2: the contribution of O2 to the 
overall oxidation rate is approximately 0.3, 0.2 and 0.07 at 10
−3
, 10
−4
 and 10
−5
 atm of 
Po2, respectively (from the log k′ values for the lines of x = 0.98 and 0.58 in Fig. 3). In 
addition to an x of 0.58, the mechanisms of Fe(II) oxidation under low O2 conditions 
must be consistent with a y of 2 and the first order with respect to Fe(II) (Eq. (18)). 
Furthermore, the mechanisms must explain the faster Fe(II) oxidation rate than that 
predicted by the classic rate law (Fig. 3).  
For possible mechanisms, I first consider Fe(II) oxidation by additional O2 
species. To meet the above constraints, additional electron acceptors produced by O2 
should be present. These additional electron acceptors can be O2 species, such as O
•−
2 , 
H2O2 and OH
•
, because of their reactivity with Fe(II) and strong relation to iron redox 
cycles (e.g., Burns et al., 2011a). Note that the O2 species formed by Fe(II) oxidation 
with O2 (Reactions (1)‒(4)) are not the ―additional‖ electron acceptors; they do not 
cause any deviation of x predicted by the classic rate law. The possible reductants of O2 
to yield the additional O2 species are confined to H2O, Tris and Cl

 in my experimental 
solutions, but none of them are as easily oxidized by O2 as Fe(II). Therefore Fe ions 
including Fe(IV) should serve as catalysts in these O2 reduction processes (Koppenol 
and Liebman, 1984; Miller et al., 1990; Schaich, 1992; Ensing et al., 2003; Koppenol et 
al., 2010). Because I here consider only O2 species as the possible oxidants of Fe(II), the 
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reductant of O2 is H2O (see below for cases where the reductants of O2 are Tris and Cl

). 
2222 OHOH0.5O                          (19) 
OH5.0OOH0.75O 222 

                  (20) 
 OHO0.5H0.25O 22                      (21) 
Reactions (19)‒(21) are in a pseudo-steady state where the reactions are apparently in a 
steady state but only transiently (during Fe(II) oxidation). I use the prefix ―pseudo‖ 
because I cannot yet formulate Reactions (19)‒(21) from elementary reactions in the 
way King et al. (1995) have done (Appendix A). The pseudo-steady-state constants may 
differ from the corresponding thermodynamic equilibrium constants, and their 
pH-dependences are not necessarily the same as those expected from the above reaction 
formulas. Once Reactions (19)‒(21) are in pseudo-steady state, 
]OH[]O[]OH[ 0.5222
 α               (22) 
20.75
22 ]OH[]O[]O[
  α'                (23) 
20.25
2 ]OH[]O[]OH[
  α"               (24) 
where α, α′ and α″ are the pseudo-steady-state constants of Reactions (19)‒(21), 
respectively, and the pH dependences are assumed so that y = 2 can be explained (see 
below). The assumed pH dependences are, indeed, not inconsistent with those 
calculated for steady-state O2 species by King et al. (1995) (Appendix A). 
Including Fe(II) oxidation by these additionally produced O2 species, the total 
Fe(II) oxidation rate is expressed as 
td
d[Fe(II)]
       
]H [Fe(II)][O]O[Fe(II)][H2][Fe(II)][O][Fe(II)][O4 42232221
  kkkk  
][Fe(II)][O]][OH[Fe(II)][O4 22
2
21
  k'k
      
 
  − 2k3′[Fe(II)][H2O2][OH
−
] – k4[Fe(II)][OH
•
]   (25) 
where k1, k2, k3 and k4 are the rate constants of Reactions (1)‒(4), respectively, and k1′ 
and k3′ are the rate constants modified from k1 and k3, respectively, considering [OH
−
] 
dependence (Millero et al., 1987; Millero and Sotolongo, 1989). The stoichiometric 
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numbers of Fe(II)/O2 and Fe(II)/H2O2 are 4 and 2, respectively, from Reactions (1)‒(4). 
Fe(II) oxidation by O
•−
2  and OH
•
 (Reactions (2) and (4), respectively) is pH independent 
over the pH range examined in the present study (Rush and Bielski, 1985; Stuglik and 
Zagórski, 1981). Substituting Eqs. (22)‒(24) for Eq. (25), I obtain 
20.75
22
2
21 ][OH][Fe(II)][O]][OH[Fe(II)][O4
d
d[Fe(II)]   'k'k
t
     
20.25
24
20.5
23 ][OH][Fe(II)][O][OH][Fe(II)][O2   
  "k'k   
0.75
2221
2 ][O][O4(]H[Fe(II)][O               'k'k        
)][O][O2 0.2524
0.5
23 "k'k              (26) 
Eq. (26) satisfies y = 2, and can be expressed as a function of [O2]
0.58
 by linear 
combination of [O2]
x
 where x = 1, 0.75, 0.5 and 0.25 in the parentheses (Appendix B). 
As mentioned earlier, the contribution of [O2]
1
 to the total Fe(II) oxidation is low. The x 
value of 0.58 suggests that H2O2 (x = 0.5, Eq. (22)) is the dominant oxidant under low 
O2 conditions as discussed below. The slight deviation of x (= 0.58) from 0.5 can be 
explained by a slight contribution of O
•−
2  (x = 0.75, Eq. (23)). OH
•
 (x = 0.25, Eq. (24)) is 
scavenged by Tris and Cl

 in my experimental conditions (Appendix A). Fe(II) can be 
oxidized indirectly by intermediates produced from the reactions of Tris and Cl

 with 
OH
•
 (Folkes et al., 1995; King et al., 1995; Truong et al., 2004; Deborde and von 
Gunten, 2008), and the OH
•
 scavenged by Tris and Cl

 hardly oxidizes Fe(II) directly. 
Then, the stoichiometric numbers of Fe(II)/O2 and Fe(II)/H2O2 remain 4 and 2, 
respectively (Reactions (1)‒(4)).  
The effects of Fe(II)-Tris complexes on the Fe(II) oxidation were also examined. 
Because the formation constants of the Fe(II)-Tris complexes have not been reported, I 
utilized those of Ni(II)- and Cu(II)-Tris complexes (Bologni et al., 1983), assuming that 
Fe(II) can form Tris complexes less easily than Ni(II) and Cu(II) (Stumm and Morgan, 
1996). In the case where Fe(II)-Tris complexes behave like Ni(II)-Tris complexes, none 
of the Fe(II)-Tris complexes (using the data for Ni(II)) can explain 2 for the y value 
observed in the present study. In the case where Fe(II)-Tris complexes behave like 
Cu(II)-Tris complexes, some of the Fe(II)-Tris complexes (using the data for Cu(II)) 
can explain 2 for the y value. However, the concentrations of those Fe(II)-Tris 
complexes were calculated to be very low. Consequently, the rate constants of the 
reactions of the complexes with O2 and H2O2 must be larger than that for the diffusion 
control reaction (e.g., Pham and Waite, 2008), if the complexes should explain the 
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observed Fe(II) oxidation rates. Therefore, it is very unlikely that Fe(II)-Tris complexes 
are significant for the rate-determining reaction under both high and low O2 conditions. 
It has been also reported that Fe(II)-Tris complexes are relatively inert with respect to 
oxidation by O2 (Millero et al., 1987; Yang and Chasteen, 1999), consistent with the 
above discussion. Fe(II)-carbonate complexes are very small in concentration because 
the Pco2 level is very low in the glove box (≤ 10
−5
 atm). Therefore, their contributions 
to the total Fe(II) oxidation rate are also insignificant (kinetic data given by King (1998) 
and King and Farlow (2000)). In addition, the FeCl
+
 and FeSO
0 
4  species are reported to 
be non-reactive (e.g., Millero et al., 1987; Santana-Casiano et al., 2005).  
Comparison of the semi-theoretical rate law (Eq. (26)) with the empirical rate law 
(Eq. (18)) gives me the pseudo-steady-state constants in Eqs. (22) and (23) (Appendix 
B), and I can then calculate the concentrations of H2O2 and O
•−
2  as a function of Po2. 
The concentration of H2O2 calculated from Eq. (22) with the pseudo-steady-state 
constant,  (Appendix B), at pH 8 and 0.2 atm of Po2 is in good agreement with those 
calculated and measured by King et al. (1995) at the same pH and Po2 (Fig. B1 in 
Appendix B), supporting the validity of the present model.  
The contributions of O2, H2O2 and O
•−
2 , to the total Fe(II) oxidation can be 
calculated based on the present model over a wide range of Po2 (10
−5
‒0.2 atm). 
Excluding the contribution of OH
•
 from Eq. (26), the semi-theoretical rate law of Fe(II) 
oxidation is rewritten as 
20.75
22
2
21 ][OH]O[[Fe(II)]][OH]O[[Fe(II)]4
d
d[Fe(II)]   α'k'k
t
    
                                 − 2αk3′[Fe(II)][O2]
0.5
[OH
−
]
2
        (27) 
The corresponding empirical rate law is obtained from Eqs. (17) and (18): 
280.5
2low
20.98
2high ][OH][Fe(II)][O][OH][Fe(II)][O
d
d[Fe(II)]   kk
t
          (28) 
I can calculate a ratio, Rwide, of the Fe(II) oxidation rates between the semi-theoretical 
and empirical laws (Eqs. (27) and (28), respectively) over a wide range of Po2: 
wideR  
280.5
2low
20.98
2high
20.5
23
20.75
22
2
21
][OH][Fe(II)][O][OH][Fe(II)][O
][OH]O[[Fe(II)]2][OH]O[[Fe(II)]][OH]O[[Fe(II)]4





kk
'αkα'k'k
 
80.5
2low
0.98
2high
0.5
23
0.75
2221
][O][O
]O[2]O[]O[4
kk
'αkα'k'k


                            (29) 
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From Eq. (29), I can derive the fractional contributions of O2, O
•−
2  and H2O2 (Xo2, Xo
•−
2 
 
and XH2o2, respectively) to the Fe(II) oxidation rate over a wide range of Po2: 
80.5
2low
0.98
2high
21
O
][O][O
][O4
2 kk
'k
X

                             (30) 
80.5
2low
0.98
2high
0.75
22
O ][O][O
][O
2 kk
α'k
X

                             (31) 
80.5
2low
0.98
2high
0.5
23
OH
][O][O
][O2
22 kk
'αk
X

                            (32) 
where k1′ = khigh/4 and khigh, klow, α and α′ are 15.46, 13.41, 1.82 and 5.33, respectively, 
in log units (see Appendix B). The Rwide value and fractional contributions of O2, H2O2 
and O
•−
2  are plotted against log [O2] and log Po2 in Fig. 4. The Rwide values (0.94−1.02) 
of approximately 1and the change of the dominant oxidant from O2 to H2O2 at ~2×10
−3
 
atm of Po2 are consistent with the mechanism under low O2 conditions as discussed 
above. Further studies are required to confirm the Fe(II) oxidation mechanism at low 
Po2 shown above including experiments to measure the H2O2 concentrations at low Po2. 
The other possible mechanisms that can explain the rate law (Eq. (18)) are chain 
reaction and heterogeneously catalyzed reaction, which are described briefly below. The 
chain reaction must be initiated by the reaction of O2 with reductants other than Fe(II) 
(H2O, Tris and Cl

 in the present experiments), and Fe(II) must be oxidized in the 
propagation steps (e.g., Laidler, 1987). Because it is difficult for the initiation reaction 
to proceed, Fe catalysis may be required for the initiation step (Koppenol and Liebman, 
1984; Miller et al., 1990; Schaich, 1992; Ensing et al., 2003; Koppenol et al., 2010). 
The chain reaction makes the Fe(II) oxidation rate proportional to [O2]
0.5
, [Fe(II)] and 
[OH
−
]
2
 (equations not shown), which explains Eq. (18) at low Po2. On the other hand, 
the stoichiometric ratio of [Fe(II)]/[O2] deviates from 4 for the chain reaction. When 
[O2] is stoichiometrically insufficient with respect to [Fe(II)], Fe(II) oxidation becomes 
significantly slower (Sugimori et al., 2011), which is not observed in the present study 
even for different initial Fe(II) concentrations (Fig. 1). Accordingly, the Fe(II) oxidation 
mechanism by the chain reaction at low Po2 is less likely than that by water oxidation 
described above. 
For the heterogeneously catalyzed reaction, I consider O2 adsorbed on material 
surfaces (e.g., on ferric hydroxides or container of experimental solution in the present 
study), described by a Freundlich isotherm (e.g., Williamson and Rimstidt, 1994). The 
rate law of pyrite oxidation by O2 is reported to be a fractional order with respect to O2 
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(rate  ~[O2]
0.5
 at 6×10
−421 atm of Po2, e.g., Williamson and Rimstidt, 1994; Holmes 
and Crundwell, 2000; Rimstidt and Vaughan, 2003); the fractional order is caused by O2 
adsorption on the pyrite surface with a Freundlich isotherm (Williamson and Rimstidt, 
1994). Therefore, if O2 adsorbed on the material surfaces in the present study is more 
reactive than DO, the Fe(II) oxidation rate can be proportional to [O2]
0.5
, which can 
explain Eq. (18) at least partly. However, the heterogeneous reaction usually deviates 
from the first-order rate law with respect to [Fe(II)] (e.g., Tamura et al., 1976b) and is 
surface-dependent, which is not consistent with my experimental results. 
 
 
Figure 4. Variations of Rwide (dashed and dotted curve), Xo2 (solid curve), XH2o2 (dashed curve) and 
Xo•−
2 
 (dotted curve) with O2 or Po2 over a wide range of Po2. See text for the definitions of Rwide, 
Xo2, XH2o2 and Xo
•−
2 
. The Rwide value is close to 1. The contribution of O2 (solid curve) is the 
highest among the three oxidants at ~2×10
−3
 < Po2 < 0.2 atm whereas the contribution of H2O2 
(dashed curve) is the highest at 10
−5
 < Po2 < ~2×10
−3
 atm. The contribution of O
•−
2  (dotted curve) 
does not change significantly over a wide range of Po2. 
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4.4. Application of the rate law to Fe redistribution during mineral dissolution 
under low O2 conditions 
 
I discuss here the applicability of the newly found rate law of Fe(II) oxidation to 
Fe behavior during mineral dissolution. Based on the observed data of Fe(II)/Fe(III) 
redistribution during olivine dissolution at different Po2, Sugimori et al. (2012) have 
calculated the decrease of x in Eq. (6) by their kinetic model considering mineral 
dissolution, water flow and Fe(II) oxidation rates. Sugimori et al. (2012) have 
concluded that their experimental results under low O2 conditions cannot be explained 
by the classic rate law (Eq. (5)) and that the x value should decrease at low Po2, namely, 
x = 1.0, 0.86, 0.81 and 0.76 at 0.20, 8.910−3, 9.410–4 and 8.710–5 atm of Po2, 
respectively; their x values are apparently different from those in the present study. 
Because y = 2, corrected values (see below) of x and k for the Fe(II) oxidation rate 
should be compared between the study of Sugimori et al. (2012) and the present study 
to examine the applicability of the rate law of the present study to Fe behavior during 
mineral dissolution. Before making a comparison of the values of x and k between this 
study and Sugimori et al. (2012), I calculated the supply rate of O2 against that of Fe(II) 
in the experiment at 8.7×10
−5
 atm of Po2, the lowest O2 condition of Sugimori et al. 
(2012), and confirmed that there was stoichiometrically sufficient O2 to fully oxidize 
Fe(II) (i.e., 4×[O2] > [Fe(II)], see Appendix C). 
The comparison is made according to Eq. (15). I calculated the k′ values from the 
 and [OH−] values and obtained two sets of x and k values at higher and lower Po2 by 
fitting the data to k′ = k[O2]
x
. On the other hand, by comparing their observed and 
calculated data, Sugimori et al. (2012) determined x values from k[O2]
x
 using the k 
value of Millero et al. (1987) (defined here as kM which is 15.78 M
−3
 min
−1
 on the 
logarithmic scale under their experimental conditions) and measured [O2]; kM was 
assumed to be constant for all Po2 conditions. For given k′ and [O2] values, x can change 
once the k value changes (Eq. (15)). Therefore, I calculated k′ values from the x, [O2] 
and kM values given by Sugimori et al. (2012) (open squares in Fig. 5). I compare the x 
values and log k values between this study and Sugimori et al. (2012) in the log k′- log 
Po2 plane in Fig. 5. The x value is 1 or nearly 1 at 0.2 atm of Po2. Consequently, lines 
with a slope of 1 intersecting respective data points at 0.2 atm of Po2 should give similar 
values of log k′ at 0 of log [O2], i.e., log k′ = log k in Eq. (16). The values of log k are 
15.78 and 15.46 (±0.06) for Sugimori et al. (2012) and the present study, respectively, 
which are similar to one another (Fig. 5). The slightly lower value of log k in the present 
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study (15.46) may be attributed to the formation of Fe(II)-Tris complexes, which are 
inert with respect to oxidation by O2 (Millero et al., 1987; Yang and Chasteen, 1999). 
Sugimori et al. (2012) have given only three data points at < ~6×10
−3
 atm of Po2. At 
10
−5‒~6×10−3 atm of Po2, the olivine dissolution system (Sugimori et al. 2012) yields 
0.51 for the x value, which is similar to 0.58 for the present study. On the other hand, 
the Fe(II) oxidation rates for Sugimori et al. (2012) are higher than those for the present 
study at < 10
−2
 atm of Po2. The higher rate for Sugimori et al. (2012) may be partly 
explained by the presence and concentrations of dissolved Mg (Millero, 1987) and Si 
(González et al., 2010), which are absent in the present study and/or by the absence of 
Tris (Millero et al., 1987; Yang and Chasteen, 1999) which is present in the present 
study. However, it is not certain whether these effects are valid under low O2 conditions 
(Sugimori et al., 2011). Because of the faster rates, the log k′ value at 0 of log [O2] at 
10
−5‒~6×10−3 atm of Po2 for Sugimori et al. (2012) (defined as log klow(S)), 14.05 M
−3
 
min
−1
, is higher than the log klow value for the present study, 13.41 M
−3
 min
−1
 (Fig. 5).  
The above similarities indicate that the Fe behavior under low O2 conditions 
observed by Sugimori et al. (2012) is well explained by the newly found rate law. 
Therefore, the rate law found in the present study will be important for considerations of 
Fe redistribution during the dissolution of Fe-bearing minerals at low Po2. Fe 
redistribution during mineral dissolution is a fundamental process that determines the Fe 
contents in weathering profiles (Murakami et al., 2011). By applying the rate laws over 
a wide range of Po2 values established in the present study to the Fe contents in 
paleosols, it is possible to give a deeper understanding of the evolution of atmospheric 
oxygen in the Precambrian. 
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Figure 5. Comparison of the relationships between log k′ and log [O2] (or log Po2). Solid circles, the 
data from the Fe(II) oxidation experiments (this study; Sugimori et al., 2011); open squares, the 
data from the olivine dissolution experiments (Sugimori et al., 2012). Lines are fitted function of 
k′ = k[O2]
x
: for the present study, solid line at ~10
−2
‒0.2 atm of Po2 (log k = 15.46 (= log khigh) 
and x = 0.98) and dashed line at 10
−5
 ≤ Po2 < 10
−2
 atm (log k = 13.41 (= log klow) and x = 0.58), 
and for the olivine dissolution experiments (Sugimori et al., 2012), dashed and dotted line drawn 
from the data at 0.2 atm of Po2 assuming x = 1 and dotted line fitted to the three data points at < 
~6×10
−3
 atm of Po2 (log k = 14.05 (= log klow(S)) and x = 0.51).  
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5. Conclusions 
 
I conducted Fe(II) oxidation experiments at ~10
−5‒~10−4 atm of Po2 and pH 7.57‒
8.09. These data, combined with the data of Sugimori et al. (2011) at ~10
−3‒0.2 atm of 
Po2, lead to a comprehensive understanding of the relationship between O2 and the 
Fe(II) oxidation rate over a wide range of Po2, ~10
−5
 atm < Po2 < 0.2 atm. The pH 
dependence of the Fe(II) oxidation rate was expressed as a function of [OH
−
]
2
, as 
widely accepted, when the pH varied from 6.89 to 8.12 at 10
−5‒0.2 atm of Po2. On the 
other hand, the Po2 dependence of the Fe(II) oxidation rate changes at ~6×10
−3
 atm of 
Po2; when Po2 = ~6×10
−3‒0.2 atm, the rate law is essentially the same as originally 
derived by Stumm and Lee (1961), whereas the oxidation reactions were found to obey 
a hitherto unknown rate law at 10
−5‒6×10−3 atm of Po2 where the rate is proportional to 
[O2]
0.58
. The mechanism causing this change in rate order with respect to O2 was 
possibly attributed to the change of the dominant oxidation pathway from O2 to the 
steadily produced H2O2 with a minor contribution from O
•−
2 . Further experimental study 
is required to explicitly confirm this issue.  
The newly derived rate equations can explain the Fe behavior during mineral 
dissolution under low O2 conditions reported in a recent study (Sugimori et al., 2012). 
Therefore, the newly found rate law will be useful for the interpretation of the Fe 
behavior of paleosols and thus for the estimation of Po2 levels in the Paleoproterozoic.  
 
 
Appendix A 
 
King et al. (1995) give the steady-state concentrations of H2O2 and O
•−
2 : 
]][OHO[Fe(II)][H]][OH[Fe(II)][O0
d
]Od[H
223
2
21
22   'k'k
t
            (A1) 
][Fe(II)][O]][OH[Fe(II)][O0
d
]d[O
22
2
21
2 

 k'k
t
                     (A2) 
Fe(II) oxidation by O
•−
2  (Reaction (2)) is pH independent at pH > ~6 (Rush and Bielski, 
1985). From Eqs. (A1) and (A2), 
'k
'k
3
21
22
]][OHO[
]OH[

              (A3) 
2
2
21
2
]][OHO[
]O[
k
'k                (A4) 
38 
 
The steady-state concentration of OH
•
 is not given by King et al. (1995) but can be 
derived similarly by considering the dependency on various sinks for OH
•
 other than 
Fe(II) (e.g., Cl
−
 and HCO
− 
3 /CO
2−
3 , King et al. (1995)):  
sink
2
21 ]][OHO][Fe(II)[]OH[
k
'k                             (A5) 
where ksink is the total loss rate of OH
•
 by its scavenging agents. The scavenging agents 
in the present study can be Cl

 and Tris due to their high reactivity with OH
•
 (e.g., King 
et al., 1995; Hicks and Gebicki, 1986). King et al. (1995) measured a steady-state 
concentration of H2O2 at 0.2 atm of Po2 and confirmed the validity of Eq. (A3) (see 
Appendix B). 
 
Appendix B 
 
Fitting of the semi-theoretical rate law (Eq. (26)) to the empirical rate law (Eq. 
(18)) yields the pseudo-steady-state constants of Eqs. (22) and (23). Because O2 
contribution is low (Section 4.3) and direct oxidation of Fe(II) by OH
•
 is not likely 
(Section 4.3), H2O2 and O
•−
2  are considered to be the dominant oxidants under low O2 
conditions. Then, from Eq. (26),  
20.75
22
0.5
23 ]H[Fe(II)][O)]O[]O[2(
d
d[Fe(II)]  α'k'k
t
              (B1) 
When Eq. (B1) is equivalent to Eq. (18),  
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22
0.5
23
80.5
2low ]O[]O[2][O 'k'kk    
= 2
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2
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2
2
3 )]O[]O[
2
( 'k
'k
'k



                  (B2) 
To fit {(2αk′3/αk2)[O2]
0.5
+[O2]
0.75
} to a linear function of [O2]
0.58
 under the experimental 
conditions (i.e., ~10
−5−~10−3 atm of Po2), (2αk3′)/(α′k2) must be ~0.04. Then, 
0.58
2
0.75
2
0.5
2
0.75
2
0.5
2
2
3 ]O[2.0]O[]O[04.0]O[]O[
2

'k
'k


         (B3) 
From Eqs. (B2) and (B3), klow = 0.2×α′×k2. Because log k2 = 8.78 (Rush and Bielski, 
1985) and log k3 = 10.59 (calculated from Millero and Sotolongo (1989)), log α′ = 5.33, 
and then, log α = 1.82.  
Then, I can calculate the H2O2 and O
•−
2  concentrations as functions of pH and Po2 
according to Eqs. (22) and (23), respectively. Fig. B1 plots the concentrations of O2 
(DO), H2O2 and O
•−
2  as a function of Po2 at pH 8 (solid, dashed and dotted lines, 
respectively). Because the exponent of [O2] is 0.75 (equation 23), the O
•−
2  concentration 
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variation shows a similar decrease to that of O2. On the other hand, because of the 
exponent, 0.5, the concentration of H2O2 shows a slower decrease and is lower than that 
of O2 by a few and a half orders of magnitude at 6×10
−3
 and 10
−6
 atm of Po2, 
respectively (Fig. B1). There are no available observed concentrations of H2O2 under 
low O2 conditions. King et al. (1995) measured H2O2 concentrations at 0.2 atm of Po2 
and proposed a model for the steady-state concentration of H2O2 (i.e., Eq. (A3) in 
Appendix A) (open square and dashed and dotted line in Fig. B1, respectively). At 0.2 
atm of Po2, the observed H2O2 concentration by King et al. (1995) and the calculated 
H2O2 concentration by the present model are very similar (Fig. B1). Therefore, Eq. (22) 
with log α = 1.82 is not inconsistent with the H2O2 concentration measured by King et 
al. (1995). 
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Figure B1. Concentration variations of O2, H2O2 and O
•−
2  against O2 or Po2. The pseudo-steady-state 
concentrations of H2O2 and O
•−
2  are calculated from Eqs. (22) and (23) for the present study 
(dashed and dotted lines, respectively) and that of H2O2 from Eq. (A3) for King et al. (1995) 
(dashed and dotted line). Because King et al. (1995) measured the concentration of H2O2 at 25 °C 
and ionic strength (I) 0.7 (open square), all calculations were performed accordingly and at pH 8 
(or [OH
−
] = 10
−6
 M). Log k1′and log k3′ were calculated based on the equation given by Millero et 
al. (1987) and Millero and Sotolongo (1989), respectively, and log k2 was obtained from Rush and 
Bielski (1985). The values of α and α′ are shown in Appendix B.  
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Appendix C 
 
In contrast to the Fe(II) oxidation experiments which were performed in a batch 
system, the olivine dissolution experiments were carried out in a flow system where a 
solution flows and a mineral dissolves (or Fe(II) dissolves into solution) at constant 
rates (Sugimori et al., 2012). Accordingly, it is not certain whether the O2 supply is 
stoichiometrically sufficient with respect to Fe(II) in the olivine dissolution system to 
follow the rate law. The supply rates of both O2 and Fe(II) were calculated for the 
experiment of Sugimori et al. (2012) at 8.7×10
−5
 atm of Po2, the lowest Po2 level for 
their experiments. Note that the supply rate of Fe(II) is almost the same at any Po2 level 
(Sugimori et al., 2012). 
Using the gas exchange constant, Kg (8.3×10
−4
 m min
−1
 from Liss (1973)), the O2 
supply rate, r
  
O
  
2 
 (mol min
−1
), can be represented by 
intint2sat2g
3
O )]O[]O([102 SKr                               (C1) 
where [O2]sat, [O2]int and Sint denote the DO concentration in equilibrium with O2 gas 
(mol L
−1
), the DO concentration at the interface between water and atmosphere (mol 
L
−1
), and the area of the interface (m
2
), respectively. A factor of 10
3
 (L m
−3
) is the 
conversion value from m
3
 to L. [O2]sat is 1.1×10
−7
 mol L
−1
 at 8.7×10
−5
 atm of Po2 
(Henry’s law at 25°C). Sint = 1×10
−3
 m
2
 (Sugimori et al., 2012) and [O2]int is assumed to 
be 99% of [O2]sat due to the loss of O2 by the reaction with Fe(II). Then, r
  
O
  
2 
 = 9.2×10
−11
 
mol min
−1
 at 8.7×10
−5
 atm of Po2.  
The Fe(II) supply rate, rFe(II) (mol min
−1
), is given by: 
ololFe(II)olFe(II) mSr                                         (C2) 
where δol, βFe(II), Sol and mol denote the dissolution rate of olivine (mol m
−2
 min
−1
), the 
mole number of Fe(II) in one mole of olivine, the surface area of olivine (m
2
 g
−1
) and 
the mass of olivine used in the experiments (g), respectively. All of the parameters are 
given by Sugimori et al. (2012): δol = 6×10
−9
 mol m
−2
 min
−1
, βFe(II) = 0.16, Sol = 0.076 
m
2
 g
−1
 and mol = 0.12 g. Then, rFe(II) is calculated to be 8.8×10
−12
 mol min
−1
. 
Consequently, r
  
O
  
2 
 ≈ 10×rFe(II) even at 8.7×10
−5
 atm of Po2, indicating that there was 
stoichiometrically sufficient O2 to fully oxidize Fe(II), i.e., 4×[O2] > [Fe(II)] (see 
Introduction), in the olivine dissolution experiments of Sugimori et al. (2012).  
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V. Effects of atmospheric composition on apparent activation energy of    
 silicate weathering: Implications for evolution of atmospheric CO2 
in the Precambrian 
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VI. General conclusions 
 
In this thesis, I developed three weathering models for the estimation of Pco2 and 
Po2 from paleosols and that of Pco2 in a theoretical framework. I applied the first two 
models to eight Neoarchean-Paleoproterozoic paleosols and five Paleoproterozoic 
paleosols to estimate Pco2 and Po2, respectively.  
 
To estimate Po2 from paleosols, the relationship between Po2 and Fe(II) oxidation 
rate is essential. I conducted Fe(II) oxidation experiments under low O2 conditions (Po2 
<10
−3
 atm) to establish the relationship. The experiments were conducted in a glove box 
at ~10
−5‒~10−4 atm of Po2 and pH 7.57‒8.09. The obtained data, combined with the data 
of Sugimori et al. (2011) at ~10
−3‒0.2 atm of Po2, lead to a comprehensive 
understanding of the relationship between O2 and the Fe(II) oxidation rate over a wide 
range of Po2, ~10
−5
 atm < Po2 < 0.2 atm. I found that the rate law changes with Po2 
level; when Po2 = ~6×10
−3‒0.2 atm, the rate law is essentially the same as that 
originally derived by Stumm and Lee (1961), whereas the oxidation reactions were 
found to obey a hitherto unknown rate law at 10
−5‒6×10−3 atm of Po2 where the rate is 
proportional to [O2]
0.58
. The mechanism causing this change in rate order with respect to 
O2 was possibly attributed to the change of the dominant oxidation pathway from O2 to 
the steadily produced H2O2 with a minor contribution from O
•−
2 .  
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